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CHEMICAL BONDING 
GILBERT NEWTON LEWIS 


Gilbert Newton Lewis (1875 - 1946) 


Lewis obtained his doctorate at Harvard Univer- 
sity in 1899 and later taught at Harvard. Lewis taught 
at the Massachusetts Institute of Technology from 1907 
to 1912. In 1912 Lewis accepted a post on the faculty 
of the University of California. He made special stud- 
jes in thermodynamics and atomic structure. 


His theory of the electron pair fostered under- 
standing of the covalent bond and in an jmportant way 
extended the concept of acids and bases. 


In 1916 Lewis began to advance the idea that a 
chemical bond could be*formed by the sharing of va- 
lence electrons as well as by the transfer of elec- 
trons. tHe published his views in a book entitled 
Valence and Stucture of Atoms and Molecukes (1923). 





Lewis also published a book on thermodynamics called Thermodynamics and Free Energy Of 
Chemical Substances. This was a textbook that brought the complexities of the subject within 
the grasp of student chemists and was a classic in the field of thermodynamics. 


In the early 1930"s Lewis engaged in the search for hydrogen*s heavy isotope. The ex- 
istence of this isotope had long been suspected but had never been isolated. Harold Clayton 
Urey, an American chemist, was the first to prove the existence of deuterium in 1932. Lewis 
was not far behind, however, and in 1933 was the first to prepare a sample of water in which 
all of the hydrogen atoms consisted of this heavy isotope, 


Lewis's later research contributed to the understanding of fluorescence, phosphorescence 
and color in organic substances. 
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Description of Chemical Bonding Between Atoms 


Experimental evidence shows that energy is always required to separate atoms or ions 
that are chemically bonded. Evidently chemical bonds form because the bonded species are in 
a lower energy and in a more stable condition than the separate atoms or ions. The energy 
lowering effect that occurs in the bonding process involves the same electrostatic forces 
that operate in the isolated atoms, namely the attractive and repulsive forces existing 
between positively charged nuclei and negatively charged electrons. As atoms approach each 
other, simultaneous attractive and repulsive forces begin to operate. Attractive forces 
Occur between: 


1. the nucleus of an atom and its own electrons 
2. the nucleus of one atom and the electrons of other atoms. 


Repulsive forces occur between: 


1. the electrons 
2. the nuclei of the approaching atoms. 


REPULSION PO 
AITRACTION 


ONS ee ere ate 


The Forces that Operate When Two Atoms Closely Approach 
Figure Gl 


The electrostatic interactions between approaching atoms can induce electron rearrange- 
ments that yield a greater or net electrostatic attraction. Such net attraction between the 
atoms at some close proximity can give the combination a minimum energy with respect to the 
separated atoms. Thereafter, atoms or ions (ionic species result from a particular kind of 
electron rearrangement) remain in their lower energy, more stable configuration; i.e., they 
are chemically bonded. In order to separate the chemically bonded species energy would have . 
to be supplied to the system. 


Based on the kind of electron rearrangement that occurs during the bonding process, two 
major bond types can be identified: 


1. covalent bonds (including nonpolar covalent, polar covalent and network covalent) 
2. ionic bonds. 


A third rather special kind of interaction is found in metals and may be classified 

separately as a metallic bond. Such classification according to bond types: should not suggest 
that the kinds of bonding are mutually exclusive and distinct. AlQ chemical bonds result 
ultimately from increased attractions between nucket and electrons of atoms. Nonetheless, 
the classification according to bond type is essential to the understanding of the varying 
Properties of different substances. 
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Description of Chemical Bonding 


Explain why bonds between atoms form in terms of: 


1. electrostatic attractions, and 


2. energy relationship. 


Description of Covalent Bonds 


Covalent bonds are considered to form when valence electrons are shared by 
atoms to form stable, naturally occurring structural units called mokecules. Molecules are 
specific collections consisting of atoms bonded in a definite and fixed ratio; e.g., each 
molecule of carbon dioxide, C02, contains one atom of carbon, C, and two atoms of oxygen, QO. 


The formation of the structural units, molecules, through covalent bonding, can be 
described by considering as a basic example, the bonding of two hydrogen atoms to form a 
hydrogen molecule. The graph in Figure G2 shows the change in potential energy as two 
H atoms approach to form a covalent bond. When the two atoms are far apart, they behave 
independently of each other and the potential energy of the system is arbitrarily set at 
Zero. As the two atoms approach each other, the attractive forces between the electrons 
of one atom and the nucleus of the other atom become important. The atoms are pulled 
together by the force of attraction to some stable interatomic distance. The interatomic 
distance represented by the minimum potential energy corresponds to the most stable state and 
therefore the average distance between the nuclei in the H, molecule. At closer internuclear 
distances, the potential energy increases again due mainly to the repulsion between the two 
nuclei. 
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Changes in Potential Energy as Two Hydrogen Atoms Approach 
One Another and Form a Covalent Bond (The Above Graph 
is not Drawn to Scale.) 


Figure G2 
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As noted from the preceding discussion, H atoms bond to form an Hs molecule because of 


the increased stability of the H, structural unit due to its lower energy. The factors that 
contribute to the lowering of energy upon the formation of the H, molecule apply to the 
formation of all covalent bonds. In the main, these factors include: 


ile 
ae 


the increased nuclear-electron attraction caused by the shared electrons "piling-up" in 
the region between the nuclei (see Figure G3 and Figure G4 below) 

the process of sharing a fixed number of electrons so that the atoms can acquire the 
stable electron structure of the nearest noble gas. 
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Electron Distribution in an H, molecule 
Figure G3 
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Electron Distribution in an HF molecule 
Figure G4 


In extending the concept of covalent bonding for general application, the following are 


the most important considerations: 


hee 


WP 


Covalent bonds arise as a result of electrostatic forces of attraction between nuclei and 
all of the electrons shared by the atoms. These forces which are more attractive than 
repulsive give rise to a net attractive force which holds the atoms together in 
molecules. 

The sharing of one pair of electrons between atoms constitutes a covalent bond. 

Atoms that have strong attractions for valence electrons (i.e., that do not readily 
tend to lose valence electrons) bond covalently. For most purposes, it can be assumed 
that covalent bonding occurs between atoms of nonmetals. 

The number of atoms of the same or different elements that bond covalently to form 
molecules are in a definite and fixed ratio; i.e., the number of covalent bonds that 
each atom forms is limited, or alternately the bonding capacity of each atom is fixed. 
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This bonding capacity is determined by the tendency of the atom to share a sufficient 
number of electrons such as to acquire the same electron structure as that of the nearest 
noble gas. The electron structure of the noble gas elements (except He) consist of eight | 
electrons in the outer energy level and is usually referred to as an octet structure. 
Thus, the tendency of atoms to acquire the noble gas electron structure forms the basis 

of the octet rule. The octet rule states that electron sharing between atoms may continue 
till a maximum of eight electrons, or four shared electron pairs surround the atom in its 
outermost (valence) energy level. 

5. An orbital of any atom can hold a maximum of two electrons, therefore four orbitals are 
involved in the formation of the octet.* Because electrons are negatively charged and 
repel one another, the first four valence electrons occupy the orbitals singly to minimize 
repulsions. These unpaired electrons in singly occupied orbitals are available for bond- 
ing and are known as "bonding electrons." When more than four electrons are to be 
accomodated, doubling up in any one or more orbitals must occur. For present purposes, 
it is to be assumed that "paired" electrons are not available for bonding and are known 
as "Lone pairs.” 

Covalent Bonding 








1. Describe covalent bonding in terms of: 
a. the forces which hold atoms together in molecules 


b. the kind of atoms that bond covalently 


c. the bonding capacity and the octet rule. 





* 

The octet mle is useful for the description of many but by no means all of the bonding 
combinations of Group A (nontransitional) elements). In generat, the violations of the octet 
nuke arise only for the heavier elements of the Group A elements of the periodic table when 
they function as central elements; e.g., Pin PCLs, S ARISE Woed as 
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Covalent Bonding Representation - Lewis Diagrams 


The octet rule and the concepts of bonding electrons and lone-pair electrons have ready 
application in Lewis Electron-Dot Diagrams. These diagrams provide a convenient means for 


keeping track of the origin and distribution of valence electrons involved in the covalent 
bonding of atoms. 


Lewis diagrams for chemical compounds were developed by G. N. Lewis in 1916, in order 
to comprehend covalent bonding. Lewis diagrams use: 


1. the atomic symbol of the atom to represent both the nucleus and the filled innermost 
energy levels of the atom which do not participate in the sharing. 


-2. dots (or crosses), one per electron, are arranged around the atomic symbol and represent 
the valence electrons. (Unpaired electrons are usually separated from one another and 
paired electrons are shown close together. Thus x- indicates two unpaired, or bonding, 
electrons, whereas x: indicates a lone, or nonbonding, electron pair.) 


The dots (or crosses) in Lewis diagrams have no significance as far as the actual 
positions of the electrons are concerned, however, the dots have significance relative to 
orbital occupancy by electrons. Lewis diagrams showing up to four valence electrons as 
unpaired electrons correspond to four singly occupied orbitals. The representation.of more 
than four valence electrons would require that some pairing be shown, consistent with the 
maximum orbital occupancy of two electrons. Again, it should be noted that unpaired 
electrons are available for sharing with another atom to form covalent bonds. For present 
Purposes, it can be assumed that paired electrons are not available for bonding. The fol- 
lowing table illustrates the Lewis diagram representation for atoms. 


Lewis Diagrams for Atoms 


Table Gl 
Number of Valence Number of Lone | Number of Bond- [| 
Atom Group ae epee Pairs ing Electrons {Lewis Diagram | 
: re aa 
, ic IVA ac 
‘ : 
N ’ VA 
t 
Olea. VIA 
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Lewis Diagrams for Atoms 
Complete the following table. 


Number of Bond- 
ing Electrons Lewis Diagram 





The Lewis diagram for covalent bonding involves pairing of bonding electrons between 


bonded atoms. 


bonding electrons hares electron pair (covalent bond) 
H* ee — ee eel: 


hydrogen jodine hydrogen iodide 
atom atom molecule 


(The use of dots and crosses to represent valence electrons and/or shared electrons is not 
to imply that there are different kinds of electrons. All electrons are identical, and the 
use of dots and crosses is used as an aid to help keep track of the origin of electrons. ) 


The shared electron pairs are drawn between the atoms sharing that pair of electrons. Dot 
pairs, to represent lone electron pairs, are drawn around the atom, but not between bonded 
atoms. 


Consistent with the octet rule, atoms share an appropriate number of electrons so as to 
attain eight valence electrons - the stable electron configuration characteristic of the 
noble gases. (Hydrogen an important exception to the octet rule, tends to attain two valence 
electrons, the structure characteristic of the noble gas, helium. ) 


Lewis Diagrams and Structural Formulas 

Bonding representation is often simplified by omitting the lone electron pairs and by 
substituting a dash for each bonding pair of electrons. The resulting representation is 
called a structural formula. 


cede eBags c 
x xx * Ne ee one i ! 
a I 
XX 


Lewis diagram structural formula 
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Lewis Diagrams and Structural Formulas - Single Bonds 
Table G2 






ee Molecular | Lewis Diagrams | Lewis Diagram Structural Formula 
ubs tance Formula of Atoms of Formula 
Involved Molecule 





Atoms which have two or more bonding electrons may share two or three of these bonding 
felectrons with the same atom. If two electron pairs are shared between two atoms, the bond 
is commonly called a double bond. Three electron pairs shared between two atoms is a 


Ftriple bond. 


Lewis Diagrams and Structural Formulas - Multiple Bonds 


Table G3 


Molecular Molecular | Lewis Diagramg Lewis Diagram Structural 


of Atoms of 
Substance Formula raived Halecule Formula 


methanal 


; ethyne 
acetylene) 





nitrogen 
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Lewis Diagrams and Structural Formulas 


Complete the following table. 


Molecular Molecular | Lewis Diagrams | Lewis Diagram Structural 


Substance Formula of Atoms of Molecule Formula 


carbon 
tetrachloride 
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Molecular Molecular | Lewis Diagram| Lewis Diagram Structural 
Subs tance Formula of Atoms of Molecule Formula 


methy] 
bromide 


i — 
% 
if 


2+ carbon 
dioxide 


aS. 


tetrafluoro 
14. |-ethene 


15 dichloro- 
* | ethyne 
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SHAPES OF MOLECULES 


All discrete molecules have a definite three dimensional shape. The number of 
electron pairs surrounding a central atom can be used to predict the shape of a molecule. 
The electron pairs repel each other and take up positions as far from one another as 
possible. When determining the shape of molecules, multiple bonds (double and triple 
bonds) are treated as one bond. Examples of commonly encountered molecular shapes are 
given in Table G4 below. 


Lewis 
Compound Diagram 


a 


NH3 


MOLECULAR SHAPES OF SOME COMMON MOLECULES 
TABLE G4 














Number 
of 
Bonds 


Number of 






Shape Actual Shape 








Lone Pairs 



















tetrahedral 
(around C 
atom) 









pyramidal 
(around N 
atom) 






V-shaped 
(around 0 
atom) 


triangonal 
planar 
(around 
each C 

atom) 





















(around each 
C atom) 












linear 
(around 
each C 


atom) 






(around each 
C atom 


* The dotted line indicates that the bonds are directed into the plane of the paper and the 


"wedge" indicates .that the bonds are directed out of the plane of the paper. The solid 
lines represent bonds that are in the plane of the paper. 


i) 
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SHAPES OF MOLECULES - LAB Gl 


Before going to the lab, complete the following table except for the columns headed 
"Representation of Actual Shape" and "Name to Represent Actual Shape". In the lab, 
construct models of each molecule using the correct colored ball for each atom and one 
spring for each shared electron pair. Draw a diagram of the model under "Representation 
of Actual Shape" then write in the name to represent the actual shape. If the actual 
shape corresponds with the predicted shape, check it off - if not, consult the teacher. 


Molecular Lewis Name to Representation Name to 
Substance | Diagram 


Represent 
Predicted 


Represent 
for Actual Ret ha) 


Shape Shape 
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SHAPES OF MOLECULES - LAB G1 


Molecular| Lewis é Name to Representation | Name to 
} Represent 
Substance} Diagram , Peedi ceed for Actual Represent 


Shape 


: 
F 


10. 
1 
hes 
HEE 
14. 


15,4 
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Electronegativity 


Various experimental evidence indicates that covalently bonded atoms usually exhibit 
unequal attractions for shared electrons. In fact, different atoms have different electron- 
attracting abilities. The relative attraction that an atom has for shared electrons 4n a 
covalent bond is known as its ekectronegativity. A scale of electronegativities -~in which 
the most electronegative, fluorine, is arbitrarily assigned a value of 4.0 - was developed 
by Linus Pauling (1901 - ) and is given in the ALCHEM periodic table. 


Examination of the electronegativities of elements given in the periodic table will 
indicate the following trends: 


1. Electronegativities increase from left to right within a period. 

2. Electronegativities decrease from top to bottom within a group. 

3. Relative electronegativities of the nonmentals are high and those of the metals are low. 
This latter trend is consistent with the trends given in 1 and 2 and correspond to the 


trend in variation of nonmetallic character; i.e., as nonmetallic character increases, 
electronegativity increases and vice-versa. 


Comparing Electronegativities of Atoms 


1. The shared electrons in a covalent bond will be displaced (more strongly attracted) to 


hich atom in each of the following chemical bonds? (The first is done as an example. ) 
These represent bondsonly - not molecules.) 


ede eur 


answer: F 


a. N-H b. Be -H c. Na - I 


The PS cs e. Cu-Br . famNe-= Cl qemerena0l 
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Nonpolar Covalent Bonds 


G14 


Covalent bonds in which the bonding electrons are shared equally and are uniformily 
distributed between the nuclei of two bonded atoms are called nonpolar covalent bonds. 
Such bonds can only result when two nuclei with the same number of protons and/or atoms of 
equal electronegativity simultaneously attract shared electrons. 


. ° be ee 
etd ele ee tas, 
) ote te wide! 0? ra) i oH Sob one +k 
@ &oe rs oe e ¢ e e 


Whe @) Fee aie : Reed © ae 





Nonpolar covalent bond in H,. The electronic charge 
distribution is symmetrical within the hydrogen molecule. 


Figure G5 
H:H ‘FF: ky :0::0: SEIN: 
hydrogen fluorine iodine oxygen nitrogen 


Examples of nonpolar covalent bonding. In each case the bonding 
electrons are equally shared between the bonded atoms. 


Figure G6 
Polar Covalent Bonds 
Covalent bonds in which the bonding electrons are unequally shared, and thus unsym- 


metrically distributed between the nuclei of two bonded atoms are called polar covatent bonds. 
Such bonds occur between atoms of different electronegativity. 


Comparison between two molecules, chlorine, Cl,, and hydrogen chloride, HCl, will serve 
to illustrate the difference between nonpolar and polar covalent bonding. 


ota XX 
:C1 * Cx agers 
KK X xy * 


Both molecules are formed by sharing one pair of electrons 
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In the chlorine molecule, the electrons shared in the covalent bond are evenly distributed 
between the two chlorine atoms. However, in the hydrogen chloride molecule the shared 
electrons are not evenly distributed between the hydrogen and the chlorine atoms. Chlorine 
has an electronegativity of 3.0 and hydrogen 2.1. This indicates that the chlorine atom 
attracts the shared electrons more strongly than the hydrogen atom. Thus, the shared 
electrons are pulled closer to the more electronegative chlorine atom. Because the shared 
electrons are displaced towards chlorine and away from hydrogen, the chlorine becomes 
partially negative and the hydrogen partially positive.* (See Figure G7 following. ) 


+ 2 
pes Leen’ state The pair of shared electrons in HCl 
is closer to the more electronegative 


chlorine atom than to the hydrogen atom 


His) Ges giving the chlorine atom a partial 
a negative charge and the hydrogen atom a 
partial positive charge. 


Polar Covalent Bonding in HCl 
Figure G7 


It should be remembered that in polar covalent bonds, as in the hydrogen chloride 
molecules just described, there is neither a loss nor a gain of electrons. There is only 
a displacement of shared electrons away from one atom and toward another atom. Thus, 
molecules that have polar covalent bonds are electrically neutral. In effect, polar bonding 
gives rise to partially positive and partially negative regions within molecules called 
electric poles. Polar covalent bonds can be said to have a charge separation or a bond dipote. 
Such a bond dipole can be represented by an arrow, with the arrowhead pointing towards the 
partially negative site or the more electronegative atom. (See Figure G7 preceding. ) 


Polarity of bonds 


1. For each of the following molecules: 
a. write the structural formula 
b. draw arrows to represent bond dipoles. 


&g. H20 ce ale b. NH, 


a 


Cc. CH, d. BFs e. No 


f. PH; g. CoHe 





*The Greek Rotter delta is commonly used to mean "partially." Thus, S- means partially 
negative. 
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2. Determine which bond is the more polar in each of the following pairs. 
ogee SitGAC TL ort Sik G | 
electronegativity difference between Si and Cl = 1.2 


electronegativity difference between Si and F = 2.2 
Si - F bond is more polar. 


a H-Oors -0O D.2aH sO. OF — «5S 
c. B-Oorc-0O d. H-ClorN-F 
e. N- Cl or P - Cl fonS i -tBr cornGa=2Br 


3. In a polar bond such as that in CIF, the Cl has a 6+ charge. Where does the positive 
charge originate. 
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Network Covalent Bonds 


An additional class of substances includes a small] number of very hard and high melting 
point substances such as diamond (C,), silicon carbide (SiC, carborundum) and silicon 
dioxide, (Si02), present in most rocks. Associated with such substances must be a rigid 


Structure - a structure in which all atoms are linked to other atoms by inflexible bonds, as 
in the superstructure of a bridge. 


The force which bonds atoms in network solids is the covalent bond. The exceptional 
strength and hardness arises from the fact that each atom is bound in three dimensions to 
four other atoms, and so on. As shown in Figure G8, this leads to a tight three-dimensional 
network, where the bonds of each atom are directed to the corners of tetrahedron. Atoms are 
held in rigid positions, resulting in the high melting point of network solids. Electrons 
are not free to move, thus, there is no electrical conductivity. The overall structure can 
ibe described as a giant macromolecule. 





Substances Involving Network Covalent Bonding 
Figure G8 
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Ionic Bonds 


From the previous discussion of polar covalent bonds, it should be evident that there 
are varying degrees of charge separation, depending on the difference between electro- 
negativities of the atoms bonded. As the difference between electronegativities of bonded 
atoms increases, charge separation can reach a condition at which the shared electron can 
be regarded as becoming the exclusive property of the more electronegative atom. At this 
point it is reasonable to assume that electron transfer has taken place. The more electro- 
negative atom has become a negatively charged ion and the less electronegative atom, a 
positively charged ion. Thus, ions, the structural units of ionic compounds, are formed by 
transfer of one or more electrons from one atom to another. Metallic elements, having 
relatively low electronegativity, tend to lose one or more electrons to form positive ions 
and nonmetallic elements, having relatively high electronegativity, tend to gain one or more 
electrons to form negative ions. 


a) or > Naa + [:ci:]'7 


When sodium metal reacts with nonmetallic chlorine, ions are formed by transfer 
of electrons from atoms of sodium to atoms of chlorine. 


Figure G9 


The process of electron transfer from a metallic atom to a nonmetallic atom involves a fixed 
number of electrons. Usually, atoms lose or gain an appropriate number of electrons so as 
“to acquire the electronic configuration of the nearest noble gas, which, except for He, is 
an octet structure. As a general rule, atoms of Groups IA, IIA and IIIA metallic elements 
lose one, two and three electrons respectively; and atoms of Groups VA, VIA and VII non- 
metallic elements tend to gain three, two and one electrons respectively. In the case of 
transition metals (to which no simplifying general rule can be applied) ionic charges can be 
obtained from the ALCHEM periodic table. Additionally, it should be recalled that ionic 
compounds can involve complex ions. 


Ions in ionic compounds are held together by an electrostatic force of attraction between 
oppositely charged ions. The force of attraction between oppositely charged ions is called an 
d4onic bond. Ionic bonding produces an orderly three dimensional arrangement of ions into tonic 
crystals as illustrated in the diagram following. 


@ = sodium ion 


i) = chloride ion 





Positive and Negative Ions Arrange to Form Stable Aggregates Called Ionic Crystals 
Figure G10 
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There are several features associated with ionic bonding that collectively lead to the 
stable ionic crystal. 


1. The formation of ions involves an electron transfer that usually produces ions with the 
most stable electronic configuration of a noble gas. Note that the process of electron 
loss is not spontaneous and energy is required to remove an electron from a neutral 
metallic atom. However, when an atom of a metal closely approaches an atom of a nonmetal, 
an electron transfer results in a more stable condition. This is because the gain of 
electrons by an atom of a nonmetal is accompanied by a release of energy greater than 
the energy absorbed when the electron is removed from the metal. 


2. An energy release (lattice energy) occurs when positive and negative ions form the 
regular three-dimensional arrangement found in ionic crystals. 


Because the forces which hold ionic crystals together are not concentrated between the 
individual atoms, the bonding force involves all of the ions. This gives ionic compounds 
the general property of high melting and boiling points so that they are generally found 
as solids at ordinary conditions. 


Ionic Bonds 


1. Assume a metallic Element M with two valence electrons chemically reacts with a non- 
metallic Element X with seven valence electrons. 
a. What kind of bond is most likely to form between M and X? 


b. The resulting compound between M and X would form what kind of naturally occurring 
aggregate? 


c. Using Lewis diagrams show the electron rearrangement that occurs to form a chemical 
bond between M and X. 


2. Describe the essential difference between a polar covalent bond and an ionic bond. 
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-3. Discuss the statement, "An ionic bond results from the transfer of electrons." 


4. Classify the bonds in the following compounds as predominately covalent or 
predominately ionic. 





Seek b. HI 
cuuser d. oO Chi 
e. CaS e. HS 


5. Identify the bond types (ionic, nonpolar covalent Or polar covalent) for each of the 
following substances. 


a. BrCl. dD. eCCla 

C.5 Ps d. FeCl; 

e. CSF f. KoS 

9.4.02 h. <SiF., 
(Optional ) 


Metallic Bonds 


As with all types of chemical bonds, metallic bonds are caused by simultaneous attraction 
of two or more nuclei for the same electrons. The unique character of metallic bonds results 
from metals having low electronegativities and few valence electrons. Having few valence 
electrons, atoms of metals have vacant valence orbitals. When metallic atoms are very close 
to one another, the loosely held valence electrons have a continuum of unoccupied orbitals 
throughout which they can move. This leads to the picture of metals generally described 
as an array of positive ions immersed in a "sea" of electrons (See Figure G11). 
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General Representation of Metallic Structure 





Figure G1] 


The atoms in the metallic structure become positive ions because their valence electrons 
are dispersed throughout the metal. The resulting positive ions maintain fixed positions but 
the electrons are free to move within the metal. This kind of arrangement allows the elec- 
trons to experience electrostatic attractions to more than one nucleus and leads therefore to 
a more stable situation than the free atoms in which the electron is attracted to only one 
nucleus. This extra attraction counterbalances and overcomes the repulsion forces between 
the nuclei. 


The model for metallic bonding described can account for the observed properties of metals. 


1. The presence of free mobile electrons in the metallic structure is consistent with the 
electrical conductivity of most metals. 


The relatively strong electrostatic attractions between stationary positive ions and 
valence electrons explains why all metals except mercury are solids under ordinary con- 
ditions, and most have comparatively high melting points. 


Po 


3. The valence electrons in the metallic structure are not localized and thus the metallic 
bonding is not directional. The nondirectional nature of metallic bonds permits the kind 
of "slippage" effect between positive ions thereby accounting for the malleability and 


ductility of metals. 


(It should be noted that the preceding description of metallic bonding generally applies 
to the pure metals. Although the same description applies to many metallic alloys, some 
departure from typically metallic character is exhibited by intermetallic compounds. Students 
may wish to pursue this subject further by consulting books that describe alloys [substi tu- 
tional solutions, interstitial solutions and intermetallic compounds] in more detail.) 
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Shapes of Molecules - VSEPR Theory 


All discrete molecules have a definite three-dimensional shape. The Valence Shell 
Electron Pair Repulsion Theory (VSEPR theory) provides a relatively simple and reliable basis 
for understanding and predicting molecular geometry. The theory only requires that the 
number of valence electrons is known. Molecular geometry can be determined from Lewis 
electron-dot diagrams. 


The VSEPR Theory proposes a set of rules for predicting molecular geometry based on the 
idea that the arrangement in space of the covalent bonds formed by an atom depends on the 
arrangement of electron pairs in the outeunost on valence shell of the central atom. For 
the present, the most relevant of the rules are: 


1. Valence electron pairs, both shared (bonding) and lone, arrange themselves around the 
central atom in a molecule in such a way as to minimize repulsion. Thus, the bonding 
and lone pairs of electrons take-up positions around the central atom as far away from 
One another as possible. 


2. For purposes of predicting molecular geometry, treat multiple bonds (double and triple 
bonds) as single bonds. 


3. Lone electron pair - lone electron pair repulsions are stronger than lone electron pair 
bond pair repulsions and both of these are stronger than bond pair - bond pair 
repulsions. 


The systematic application of VSEPR Theory can be shown as a sequence of steps. The 
sequence of steps are illustrated in the following examples. 


1. The Geometry of the Methane Molecule 


a. Draw the Lewis diagram 
H 
pre 
H*CXH 
X. 
H 


b. Count the number of bonding and lone electron pairs surrounding the central 
atom. (For CH,, the number of bonding pairs around the carbon atom is 4 and 
there are 0 lone electron pairs.) 


c. The minimization of repulsion dictates that the bond pairs be directed to the 
vertices of a tetrahedron, hence the shape of the methane molecule is tetrahedral. 
The geometry of CH, can be represented as follows 


H 
| 


H- [> H (tetrahedral bond angle is 109.5°) 
H 


(The dotted line indicates that the bond is directed into the plane of’ the paper and 
the wedge indicates the bond is directed out of the plane of the paper. The solid 
line represents bonds that are in the plane of the paper. 
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Generalization: Molecules with four bonding electrons and zero lone pairs around the 
central atom assume a tetrahedral shape. 


Other Examples: SiH,» CX, and SiX, (X represents a halogen). 


2. The Geometry of the Ammonia Molecule 


a. 


Draw the Lewis diagram 
HNxH 
4 
H 


Count the number of bonding and lone electron pairs surrounding the central atom, 
N. (For NH; the number of bonding pairs around the nitrogen atom is three and 
there is one lone pair. 


The minimization of repulsion would dictate that the electron pairs be directed 

to the vertices of a tetrahedron as in the case of CH, and indeed this is approxi- 
mately so. Because the lone electron pair cannot be "seen," it is customary to 
classify the molecular shape in terms of the atomic arrangement only. Thus 

ammonia has the shape of a pyramid and it is called pyramidal. The angles in the 
pyramidal molecule are not the same as those in a tetrahedron because the repulsive 
effect of all electron pairs is not equivalent. The stronger repulsive effect of 
the lone electron-pair causes the angle between the N-H bonds to become less than 
the tetrahedral angle. The geometry of NH; can be represented as follows 


oN 
ition A 


A 


H 


Generalization: Molecules with three bonding pairs and one lone pair around the central 
atom assume a pyramidal shape. 


Other Examples: PH,, NX3, PX3 (X represents a halogen). 
3. The Geometry of the Water Molecule 


a. 


Draw the Lewis diagram. 
sae tt 
oe 


H 


Count the number of bonding and lone electron pairs surrounding the central atom, 0. 
(For H,0; the number of bonding pairs is two and there are two lone pairs. 


Once again the minimization of repulsion would dictate that the electron pairs be 
directed to the vertices of a tetrahedron. However, there are only three atoms 
in the molecule and the resulting molecular structure is a "V" shape. Again the 
angles are less than the tetrahedral angle because the repulsive effects between 
the two lone pairs is greater than that between the bond pairs. The geometry 

of H,0 can be represented as follows 


H 


0 
\ 
H 
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Generalization: Molecules with two bonding pairs and two lone pairs around the central atom 
assume a "V" shape. 


Other Examples: H2S, OX2, SX2(X represents a halogen) 


The systematic application of VSEPR Theory was discussed in a sequence from CH, to NH; 
and H,0. The next compound that could be logically considered in a sequence starting with 
Group IVA atoms as central atoms and continuing in succession to Group VA and Group VIA 
atoms would be Group VIIA atoms, such as HF or any hydrogen halide. However, it is unneces- 
Sary to apply any analysis for predicting shapes of diatonic molecules, since by necessity 
these can only be Linear. 


The application of VSEPR Theory can be successfully extended to situations involving 
multiple bonding, particularily to double and triple bonding between carbon atoms. 


4. The Geometry of the Ethene (Ethylene) Molecule 


a. Draw the Lewis diagram. 


Hibence ras. 
xX Xx 
CC 
Eee 


H H 


b. Count the number of bonding and lone electron pairs surrounding each C atom. 
(For purposes of determining shape, multiple bonds are counted as single bonds. 
Thus, around each central atom there are three bonding electron pairs and zero 
lone pairs.) 


Cc. TO minimize repulsion, the bonds from each of the carbons is directed to the 
corners of an equilateral triangle and the shape around each carbon is described 
as being trigonal planar as illustrated below. 


Generalization: The shape around atoms with three bonding electron pairs and zero lone 
pairs 1S trigonal planar. 


Other Examples: Any carbon atom with a double bond, BX3(X represents a halogen). 


9. The Geometry of the Ethyne (Acetylene) Molecule 


a. Draw the Lewis diagram. 
HxC: : :CxH 


b. Count the number of bonding and lone electron pairs surrounding each € atom. 
(Again, for purposes of determining shape, multiple bonds are counted as single 
bonds. Thus around each carbon atom there are two bonding electron pairs and 
zero lone pairs.) 
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c. TO minimize repulsion the bond orientation is linear around each carbon. 
H=CsC =H 


Generalization: The shape around atoms with two bonding electron pairs and zero lone pairs 
1s Linear. 


Other Examples: Any carbon atom with a triple bond, BEX2 (X represents a halogen). 


The preceding general description established the terminology and the basis for predicting 
molecular shapes according to VSEPR Theory. The table following summarizes the fundamental 
aspects of VSEPR Theory as used for predicting molecular shape. 


Polarity of Molecules 


In an earlier discussion it was indicated that covalent bonds between atoms of different 
‘electronegativity can give rise to charge separation because .of unequal attractions for 
shared electrons. Such charge separations produce bond dipoles or polar covalent bonds. 
Because of the existence of bond dipoles, there is possibility of one or more locations 
carrying a slight positive charge and another a slight negative charge. The location of 
positive and negative charges within a molecule are determined by the geometrical distri- 
bution of bond dipoles. For diatomic molecules, if a bond dipole exists, then the molecule 
is polar. For molecules of more than two atoms both bond type and molecular geometry have 
to be taken into account. For the latter situation, if bond dipoles cancel, the molecule 
1s nonpolar; if bond dipoles do not cancel, the molecule is polar. In every case, bond 
polarity is determined by "vector addition" of bond dipoles. Table G6 summarizes the 
situations that give rise to molecular polarity or nonpolarity when the species bonded to 
the central atom are identical. If non-identical species are bonded to the central atom, 
the bond dipoles may not cancel. For example, CH, is nonpolar, but CH3;Cl is polar because 
the C-Cl bond dipole is not cancelled by the C-H bond dipoles. Similar reasoning can be 
applied to other cases involving nonidentical species bonded to the central atom. 
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Polarity of Molecules 
Table G6 


Molecular | Geometry of Bond Dipoles Other 

Formula Molecule and Polarity Explanation Examples 

H» linear H -H diatomic molecule with no bond 0., No, and 
nonpolar dipole, therefore molecule is diatomic 

ae te 


nonpolar halogens. 
; ane 


H20 V-shaped 





































diatomic molecule with bond 
dipole, therefore molecule is 
polar 


hydrogen 
halides 

























equal bond dipoles oppositely Cas tos 
directed to give vector sum of 
zero, hence molecule is 


nonpolar 












vector sum of bond dipoles gives 
resultant molecular dipole 

(heavy arrow) hence molecule is 
polar 


H»S; H.Se 
and halides 
of oxygen 

and sulfur 





























NH3 pyramidal a vector sum of bond dipoles gives PH;, ASH; 
yg) ®H resultant molecular dipole and halides 
H i (heavy arrow) hence molecule is of N, P 
H polar and As 




















equal bond dipoles give vector hydrides 
sum of zero, hence molecule is and halides 
nonpolar of C and Si 


CH, tetrahedral 


nonpolar 




















trigonal Fo equal bond dipoles give vector halides of 
planar \" sum of zero, hence molecule is B; around C 
B nonpolar double 





bonded to 
another C 


7, 
=f ‘ 


nonpolar 
































BeH2 linear H *Be™= H equal’bond dipoles oppositely halides of 
nonpolar directed to give vector sum of Be; around 

zero, hence molecule is nonpolar C triple 

bonded to 


another C 
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Polarity of Molecules 

1. For each of the following hypothetical molecules indicate whether the bonds are polar or 
nonpolar, and whether the molecule is polar or nonpolar. Assume thatcA. ByeG. 2% anday 
have different electronegativities. The first is done as an example. 
(Note that it is possible that a given molecule can have both polar and nonpolar bonds. ) 


Structural Formula Name to Represent Polarity of Bond(s) Polarity of Molecule 
Actual Shape 
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2. For each of the following molecules draw the diagram to represent the actual shape and use 
arrows to indicate bond dipoles, give the name to represent actual molecular shape and 
indicate whether the molecule is polar or nonpolar. The first is done as an example. 


Molecular Molecular Shape and Name of Polarity 
Formula Bond Dipoles Molecular Shape of Molecule 








CHEMICAL BONDING 
9 INTERMOLECULAR BONDING - BONDING BETWEEN MOLECULES G29 


eneral Description of Intermolecular Bonding 

Why do the noble gases form liquids when sufficiently cooled. Obviously there must be 
ome attractive forces which keep the atoms of noble gases together in the liquid phase. The 
ame question can be asked for all molecules. Why, for example, are water and carbon tetra- 
hloride a liquid under ordinary conditions and why can CO, be solidified? Why do these 
jolecules not remain as a gas refusing to condense or solidify into clusters characteristic 
f the liquid and solid phase? The only reasonable answer to this question is that there 
st exist forces of attraction between stable molecules; 4.e., AntermoLecular forces. 


What then is the nature of intermolecular forces and how do they differ from the 
‘ovalent bonds between the atoms of molecules? Intuitively, it can be seen how inter- 
nolecular forces might result from attraction between positive nuclei of one molecule and 
legative electrons of another molecule. In this regard, it can be considered that inter- 
lOlecular forces are similar in origin to covalent bonds. However, similarity beyond this 
sonsideration is minimal. In fact, comparison between intermolecular forces and covalent 
yonding discloses three important differences. 


1. Mutual attractions between the nuclei of one molecule and the electrons of another 
molecule cannot give rise to any "Sharing" of valence electrons since the bonding 
capacity of atoms are satisfied when they bond covalently to form molecules. 


>. In covalent bonding, bonding capacity is satisfied when an appropriate number of 
electrons are shared so that only a limited number of atoms bond to form a stable molecule. 
Intermolecular forces can attract as many molecules aS can physically surround the 
species. No constraint can be defined as to the number of molecules that are mutually 
attracted. The overall effect of intermolecular bonding produces a three-dimensional 
array extending to the limits of any particular sample. 


3. Intermolecular forces between molecules in the liquid or solid phase must be consider- 
ably weaker than the covalent bonds holding atoms together in a molecule. Otherwise, 
molecules would separate into atoms when a liquid is vaporized or when a solid is 
liquified and then vaporized. For example, water retains its molecular identity when 
the ice is melted and then the liquid water is vaporized. 


Several intermolecular forces are currently identified. In most instances, more than 
one type of interaction may contribute to the total attraction between molecules. The most 
widely accepted theories recognize two main types of intermolecular forces. These are 
van der Waals forces (which encompass dipole-dipole forces, dipole-induced dipole forces 
and Londons dispersion forces) and hydrogen bonding. 


van der Walls Forces 

Van der Waals intermolecular forces are named after the Dutch scientist Johannes 
Diderik van der Waals (1837-1923), Professor of Physics at Amsterdam University. Van der 
Waals first recognized the existence of intermolecular forces when attempting to distinguish 
between the physical properties of real and ideal gases. Van der Waals' forces, are 
present in all chemical species - atoms, molecules and ions. They are considered to be 
a composite of three types of intermolecular forces: dipole-dipole forces, dipole-induced 
dipole forces and London dispersion forces. 
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' Dipole-Dipole Forces 


In an earlier section on molecular polarity it was observed that many molecules are 
polar, i.e., possess a molecular dipole. The Presence of dipoles in molecules results 


in intermolecular attraction. The positive end of the dipole in one molecule is attracted | 


to the negative end of the dipole in an adjacent molecule. The positive end of the 
second molecule attracts the negative end of another, and so on to the limits of the 
sample consisting of polar molecules. The magnitude of dipole-dipole attractions, as 
expected, increases with the polarity of a molecule and more polar molecules give rise 
to stronger dipole-dipole attractions. Generally speaking, intermolecular attractions 
due to dipole-dipole forces are less Significant than that due to London dispersion 
forces (see Table G3). 


Dipole - Induced Dipole Forces 


When an electrically charged object is brought near an uncharged object with uniform 
charge distribution, a charge separation will be induced in the uncharged object. This 
may be shown as follows: 





Induced Charges 
Figures G12 


A similar situation arises in the interaction of polar molecules. A polar molecule can 
induce a charge separation in another molecule which Originally had none or it can cause 
a larger separation in a molecule which initially had some charge separation. This 
results in a net force of attraction between the two molecules. The amount of attraction 
between molecules from induction effects depends upon the polarity of the molecules and 
upon the extent. to which a molecule can have its electronic Cloud distorted. Generally, 
the larger the molecule, the more diffuse the electron cloud in the molecule and the 
greater its susceptibility to charge separation. It should be recognized that dipole- 
dipole induced forces are operative in all situations involving polar molecules, or in 
mixtures involving polar and nonpolar molecules. Generally speaking the effect of 
dipdle-induced dipole forces is significantly smaller than that of London dispersion 
forces. The relative strength of dipole-induced and dipole-dipole forces cannot be 
assessed since both require the presence of polar molecules and their effects cannot be 
compared independently. 


London Dispersion Forces 


Both dipole-dipole and dipole-induced dipole intermolecular forces result from 
polar molecules. But many molecules such as Ho» Nj, Cl,, CH,, CCl, and the nonatomic 
noble gases, Ne, Ar, and so on are nonpolar; therefore there must exist some additional 
force of attraction which does not depend upon polarity. 


Consider any nonpolar molecule such as oxygen. It is unlikely that at any given 
instant of time the electrons in an oxygen molecule are always arranged in such a way 
as to give perfectly uniform charge distribution. In other words, it is quite possible 
that at some instant in time, more electrons may be found near one end of the molecule. 
The result is an instantaneous charge separation and thus an instantaneous dipole. Such 


: 
| 
; 
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polarization (separation of charge) in molecules may result either from the motion of 
electrons within the molecule or from electrostatic repulsion of electrons between two 
molecules that come close to one another. In any case, the motion of the electrons and 
the motion of molecules, or both, give rise to oscillating molecular dipoles. The 
oscillating dipoles, jin turn, induce charge separation in neighboring molecules (see 
Figure G13 following). This effect is reciprocal; each dipole induces a dipole in the 
other. The net result of such instantaneous dipoles-induced dipoles is attractive 
forces between molecules. 
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Instantaneous polarization the "instantaneous dipole" 
leaves, for an instant, more can polarize another atom by 
electron density on the left attracting more electron 
than on the right, thus creat- density to the left, thereby 
ing an “instantaneous dipole" creating an "induced dipole" 


Schematic illustration of the instantaneous 
dipole-induced dipole interaction that gives 
rise to a weak attraction. For the brief 
instant that this figure describes, there is 
an attractive force, F, between the instan- 
taneous dipole and the induced dipole. 


Figure G13 


Understandably, molecules and atoms which more easily undergo instantaneous polarization 
should exhibit stronger London dispersion forces. Larger molecules (those with a greater 
number of electrons) have electrons further from the nucleus and correspondingly weaker 
nucleus-electron attractions. These larger molecules are more susceptible to polarization 
and as a result exhibit stronger London dispersion forces. This, in a general way, is the 
case, as may be seen in the data in Table Gl, where boiling point is used as an index of 
intermolecular attraction. (Since molecules have sufficient energy at their boiling point 
to undergo separation into individual molecules, boiling point serves as a convenient index 
of intermolecular attractions - the greater the boiling point, the greater the molecular 
forces of attraction.) 
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Table G7 


Variation of the Boiling Point of the Noble Gases 
with Number of Electrons 


Pm |, a 
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Variation of the boiling point of the halogens with number of electrons. 





Further confirm the trend illustrated in Table G7 by comparing the atomic number and 
boiling point of another group of nonpolar molecules the halogens. 


Number of Electrons ete Point 
Ae) 
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Hydrogen Bonding 


; The previous sections on intermolecular forces emphasized that these forces increase with 
increasing number of electrons in an atom or molecule. Examine the data in Table G8. 





Table G8 


Variations of the Boiling Point of Hydrogen Halides 


Hydrogen Electronegativity Number of Boiling Point 
Halide of Halogen Electrons (PG) 
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The four compounds in the preceding table are similar in that they are hydrogen halides. 
Each compound is molecular in that intermolecular attractions involve van der Waals forces. 
The generalization about increasing van der Walls forces with increasing number of electrons 
holds up when HCl, HBr andHI are compared. But hydrogen fluoride, HF, does not fit into 
the predictable trend. Instead of having a boiling point lower than -83.7°C, thus fitting 
into the trend, HF has the highest boiling point of all four compounds. Examination of the 
electronegativities of the halogens reveals that the HF molecule is the most polar. However, 
molecular polarity alone could not account for the magnitude of reversal in trend. The 
existence of an additional intermolecular force, greater than van der Waals forces, iS Sug- 
gested. This force is called hydrogen bonding. 


Hydrogen bonding arises when a molecule contains a highly polar bond, such as in OH, 
the positive end of which is hydrogen. When a hydrogen atom is bonded to an atom of high 
electronegativity (F, 0, N and less commonly C1) charge separation along the bond is great 
enough so that the hydrogen atom is attracted to a highly electronegative atom in another 
molecule having unshared electron pairs. The main reason for this attraction occurring is 
because of the unique nature of the hydrogen atom - the hydrogen atom has no other electrons 
than those in the covalent bond linking it in the molecule. Consequently, the hydrogen atom's 
positively charged nucleus can interact easily with unshared electrons on another neighboring 
molecule. A hydrogen bond may be thought of as being similar to a covalent bond. The main 
difference being that hydrogen bonding involves the sharing of a proton rather than the 
sharing of an electron. The following examples illustrate the two main characteristics of 
molecules exhibiting hydrogen bonding, namely, that the molecule contain 


1. a highly electronegative atom with unshared electron pairs 
2. a hydrogen atom. 


(It should be noted that hydrogen bonds are usually shown as dotted lines; also, that the 
process as illustrated can continue in three dimensions to the limits of the sample. ) 


1. hydrogen fluoride, HF (2) 


HF: a HF: or H- FR e+ H-£ 


2. water, H20( 9) 


Hy Hes 
60 ie tence OS or Hies 0 aiecerae H - 0 
ito on \ \ 
H H H 
3. methanol, CH30H 9) 
:0:H --- :0:H or 70 a, ee oe - H 
CH3 CH3 CH3 CH; 


- Hydrogen Bonding - Unshared Electrons in One Molecule 
are Interacting with a Hydrogen Atom in Another Molecule 


Figure G14 
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Hydrogen bonding affects physical and chemical properties in various ways. Some of these 


effects include: 


he 


increased melting and boiling points 


Examples: 
a. H20 is a liquid at room temperature which boils at 100°C, whereas H2S, which has 
more electrons, iS a gas at room temperature and boils at -61°C. 


b. ethyl alcohol, CoHs0H, boils at 78.5°C whereas dimethyl ketone CH3COCH3, boils 
at -25°C. Both have the same number of electrons. 


increased solubility between substances mutually involving hydrogen bonding 


Example: 
Water, H20 and methanol, CH30H, or ethanol, C2Hs50H are soluble in each other in 
all proportions. All three compounds exhibit hydrogen bonding. 


Shape and stability of certain chemical structures 


Examples: 

a. Expansion of liquid water upon freezing - when liquid water changes to ice, hydrogen 
bonding between molecules directed by the V-shape of water molecules, leaves 
"hexagonal holes" as shown in Figure G15. 


H 


yy 
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Hydrogen Bonding in Ice 
Figure G15 


b. Biochemical Processes: hydrogen bonding between molecules and within molecules 
has significant effects upon the structurally huge protein molecule. The 
behavior and stability of protein molecules is related to their shape, which in 


turn is related to the hydrogen bonding present. 
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The Relative Magnitudes of Intermolecular Forces 


Any comprehensive comparison of the relative magnitudes of intermolecular forces would 
require taking into account various effects such as molecular size, number of electrons 
and molecular shape. However, if it is assumed that changes in molecular size are reflected 
by charges of number of electrons, some useful generalizations can be made. 


1. The magnitude of intermolecular forces among polar molecules depends upon the strength 
of van der Waals forces which include dipole-dipole forces, dipole-induced dipole forces 
and London dispersion forces. Thus, in addition to London dispersion forces (dependent 
upon the number of electrons), dipole-dipole and dipole-induced dipole forces operate. 
The strength of the latter two depend upon the extent of molecular polarity. The more 
polar the molecule, the stronger the intermolecular attractions. The relative polarity 
of molecules may be assessed from the relative electronegativities of the atoms in a 
molecule. In any case, it can be expected that polar molecules should have stronger 
intermolecular attractions than nonpolar molecules because of the added effect of dipole 
interactions. It should be kept in mind the effect of dispersion forces is greater 
than that due to dipole interactions. 


2. The magnitude of intermolecular forces among nonpolar molecules (which involve London 
dispersion forces) increases with increasing number of electrons. 


3. Molecules exhibiting hydrogen bonding have the strongest intermolecular attractions. 
In this case, intermolecular forces also includes dispersion forces and dipole inter- 
actions. The dipole interactions, however, are more pronounced because of the special 
attraction between an unshielded hydrogen nucleus and a highly electronegative atom. 


The strength of hydrogen bonds places them between van der Waals forces and covalent 
bonds. Roughly speaking the strength of the bonds are in the ratio: 


van der Waals : hydrogen bonds : covalent bonds 


as ] : 10 ; 100 


Summary of Intermolecular Forces 
Intermolecular Forces 


| hydrogen bonding 


van der Waals forces 


unsheilded highly 
dipole-dipole forces dipole-induced dipole forces dispersion forces hydrogen nucleus electronegative 
atom 


polar polar polar polar polar nonpolar nonpolar nonpolar 
molecule molecules molecules molecules molecules molecules molecules molecules 


Intermolecular Forces and Polar Nature of Molecules 
Figure G16 


CHEMICAL BONDING 


G10 INTERMOLECULAR BONDING G36 
Exercises: Intermolecular Forces 


1. Using the data from Table G7, plot a graph of boiling point versus number of electrons 
for the noble gases. 





2. Propose a generalization concerning London dispersion forces and the number of electrons 
in atoms or molecules. Relate the explanation to Ar, boiling point, -186°C and F., 
boiling point, -188°C. 


eee 


3. Both Kr (boiling point, -152°C) and HBr (boiling point, -67°C) are isolectronic (have the 
same number of electrons). Explain why there is such a big difference in boiling points 
between Kr and HBr. 
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4. The boiling point of Cl is -35°C and the boiling point of C2HsCl (monochloromethane) is 
13°C. Does the explanation proposed for (3) preceding apply: here? Explain. 


5. Refer to the graphs in Figure G17 when answering questions, a, b and c following. 
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- 200'c Group IVA, Group VA, Group VIA and Group VIIA. 


Figure G17 
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a. The hydrogen compounds of Groups VA, VIA and VIIA elements have consistently increasing 
van der Waals forces (except for the first hydrogen compounds) with increasing number of 
electrons. Explain why the boiling point of the first hydrogen compounds of Groups 
VA, VIA and VIIA elements display a reversal in trend. 





b. Explain why, CH,, the first member’ of the Group IVA hydrogen compounds does not show 
the reversal in trend displayed by the first hydrogen compound of the other elements. ' 


c. The boiling points of the hydrogen compounds of the Group IVA elements is consistently 
lower than the boiling points of the other hydrogen compounds.—Give a reason for 
this effect. 
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6. Complete the following table (the first is given as an example). 
Table G9 


Relation of Boiling Point to the Number of Electrons 
and to the Type of Intermolecular Forces 


Types of Intermolecular Forces ~ 


Hydrogen 
bonding 
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23. C,H,Cl 
24. C,H,Br 
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Use the preceding table to answer the Questions 7 - 10. 





7. Compare the boiling points of Br» and ICI. (Note that these compounds are isoelectronic. 
Account for the difference in boiling point. 





8. Does your explanation for 7 Preceding apply to the compounds BrF and n - C3H,. Explain. 


9. The different series of substances given in Table G9, in general, have increasing 
boiling points with increasing number of electrons. Explain this trend in terms of 
number of electrons and strength of intermolecular forces. 


10. Methanol, CH3;0H and ethanol, C2H;0H, each have the least number of electrons, but 
the highest boiling point of their respective series. Account for this. 
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Table G3 
Summary of Chemical Bond Types 


Characteristics Some General 
of Formulation Properties Examples 


Bonding electrons shared 





































Covalent 












a. nonpolar Bonding electrons equally 
shared; uniform charge 


distribution 


Low-melting solids, 
gases and liquids; 
nonconductors of 
electricity 


As above, but with 
slightly stronger 
bonds 


Ho > No> 0.5 Cis, je 


Pos Se 





















Bonding electrons 
unequally shared; 
charge separation 
gives bond dipole 


HC1, H20, CH,, CCl,; 
NH3 





































c. covalent 
network 


Bonding electrons equally 
shared to form three 
dimensional atomic 
lattice (crystal) 


C (diamond) 
Si075+5716,~Be0 


Very hard; very high 
melting point; insol- 
uble in most ordinary 
solvents; nonconduc- 
tors of electricity 


























Bonding Between Atoms 
















Ion formation by electron 
transfer; electrostatic 
attraction between ions to 
form three dimensional 
ionic lattice (crystal) 


Crystalline solids 
under ordinary condi- 
tions; high melting 
and boiling points; 
dissolve in polar 
liquids to form con- 
ducting solutions; 
electrical conductors 
in liquid phase 


NaCl, NaOH, CuSO,, 
NH,C1, NaHCO; , 
NaNO; 






















Positive ions in "sea" 
of mobile, delocalized 
Valence electrons 


Metallic Ate ike eCusizZny. Ca; 


Na, Ag, Pb 


Lustruous, malleable; 
good electrical con- 
ductors; wide range 
Of melting points 




















Weak electrostatic 
attraction among per- 
manent temporary or 
induced molecular 
dipoles 









van der Waals Relatively low melt- 
ing solids, gases or 
liquids because of 
relatively weak 


intermolecular forces 


Ho; COs, He, HoS, 
I, C12H220115 CGlas 
Choe oa snot 































Hydrogen 
Bonding 


Relatively high- 
melting solids, gases 
or liquids because of 
relatively strong 
intermolecular 
attraction 


Exposed hydrogen atom in 
One molecule attracted to 
negative end of highly 
electronegative atom in 

a polar molecule 


H,0, HF, NH3, 
C.H;OH - 



















Bonding Between Molecules 








OPTIONAL CHEMICAL BONDING G42 
BIBLIOGRAPHY OF A CHEMIST 





Choose a chemist and prepare a biography following the outline below. Consult 
two or three references. Limit the biography to one or one and one-half pages. Try to 
follow the outline below. 


A. Personal 


1. Date and place of birth and death, including cause of death. 

2. Family background, schooling, marital status and family life. 

3. Personality, relationship with others, health, happiness, religious beliefs, ego, 
vanity, friends and enemies. 





wo 


Political 


The historical or political situation at the time. 
The involvement of the chemist in the political situation. 


Contribution to Chemistry 


Areas of contribution as a scientist. 

Collaboration and communication with other scientists. 

The significance of the chemist's work relative to the progress of chemistry. 

The manner of approaching problems. 

The significance of timing, lucky accidents and the Prepared mind of the chemist's 
contribution. 

Awards received. 


D. Bibliography 
Assimov, Isaac, Asimov's Biographical Encyclopaedia of Science and Technology, Garden J 
City: Doubleday and Co., Inc., 1972, pp. 395-396. 


Suggested Biographies: 


no — 
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BARTLETT, Neil DALTON, John PRIESTLEY, Joseph 
BECQUEREL, Antoine DAVY, Humphrey RAMSAY, William 
BERZELIUS, Jons DEMOCRITUS RALEIGH, Lord 
BOHR, Neils FARADAY, Michael RUTHERFORD, Ernest 
BUNSEN, R. W. MEYER, Julius | SCHEELE, Kar] 
CANNIZZARO, Stanislav MOSELEY, Henry SEABORG, Glenn 
CAVENDISH, Henry MOISSAN, F.F.H. STOCK, Alfred 
CHADWICK, James NOBEL, Alfred THOMSON, J.J. 
CURIE, Marie PARACELSUS VAUQUELIN, L.N. 
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